A study on the reaction between CO2 and alkanolamines in aqueous solutions Blauwhoff, P.M.M.; Versteeg, G.F.; Swaaij, W.P.M. van Abstract-Literature data on the rates of reaction between C0 2 and alkanolamines (MEA, DEA, DIPA, TEA and MDEA) in aqueous solution are discussed . These data induced us to carry out absorption experiments of C02 into aqueous DEA, DIPA, TEA and MDEA solutions from which the respective rate constants were derived . The experimental technique was similar to that used by Laddha and Danckwerts [30] .
INTRODUCTION
In the last decades, alkanolamines have acquired a wellestablished position in gas-treating for the removal of the acidic components H2S and CO 2. Industrially important alkanolamines are: mono-ethanolamine (MEA), diethanolamine (DEA), di-isopropanolamine (DIPA) and methyl-di-ethanolamine (MDEA) [27] . In general these amines are used in aqueous solutions, but for particular applications combined solvents are more suited (e.g. water and sulfolane in the Shell "Sulfinol" process) [27] .
Due to the high and still sharply rising energy cost involved in the operation of gas-treating plants, the incentive for development of (even slightly) more efficient processes is considerable .
Nowadays large savings in operation and capital cost are obtained by the selective removal of H 2S from CO2 containing gases, not only in situations where H 2S is the only component to be removed . Even in LNG production, where the C0 2 has to be removed to around 100 ppm so as to avoid plugging of the cryogenic equipment, selective H 2S absorption is economically very attractive, using sophisticated treating schemes as described by McEwan and Marmin [33] . Increasing the selectivity reduces the solvent circulation rate and therefore the steam consumption in the regenerators and, moreover, reduces the dimensions of sulphur recovery and tail-gas units.
The H2S selectivity in these treating processes depends largely on 3 factors : (1) the kinetics of the reactions between H2S/C02 and alkanolamine solutions ;
(2) the mass transfer properties of the absorption equipment ; (3) the equilibria in H 2S-CO2-amine systems. In this work we focused our attention on the first factor.
As the reaction between H 2S and aqueous al-tPresent address : Koninklijkej Shell Laboratorium Amsterdam, P .O . Box 3003, 1003 AA Amsterdam, The Netherlands . 1 11 kanolamines involves only a proton transfer, this reversible reaction can be considered to be infinitely fast [15] and hence the absorption rate is entirely mass transfer controlled under practical conditions [36] .
The reactions between CO 2 and alkanolamine solutions, however, proceed at a finite rate, different for the various amines [15, 7] . From a purely kinetic point of view the selectivity for H 2S therefore only depends on the CO2 reaction rate . Consequently this work deals with the reaction of CO2 and aqueous alkanolamine solutions .
Until recently the mechanism and kinetics for this reaction were considered to be simple and straightforward [15] for all alkanolamines, although large discrepancies in data have been reported for DEA [1, 17, 18, 19, 22, 26, 3, 7] and TEA [17, 19, 25, 26, 3] . Danckwerts proposed a comprehensive reaction mechanism [16] which is essentially able to cover all kinetic data for both primary and secondary alkanolamines . In addition, Laddha and Danckwerts [30] published experimental results for aqueous MEA and DEA, which seem to support the proposed mechanism .
For tertiary alkanolamines Donaldson and Nguyen [17] suggested a base catalysis of the CO 2 hydratation reaction.
In this study we attempt to critically summarize available kinetic data for MEA, DEA, DIPA, TEA and MDEA and present new data on DEA, DIPA, TEA and MDEA .
REVIEW OF LITERATURE KINETIC DATA

General remarks
Comparison of literature data on kinetics of CO= alkanolamine reactions is a complicated matter, because the authors use different experimental techniques, physico-chemical data and amine purities . The latter factor is usually overlooked, but even very small amounts of primary amine contaminants in secondary amines and primary and secondary amines in tertiary amines can enhance the absorption rate drastically . A mathematical approach for the estimation of the effect of these contaminants is given by, e .g. 3haveri [23] and Onda et al. [35] , but correction of published kinetics remains ineffective due to lack of data on amine purities .
In order to verify the conditions for pseudo first order absorption experiments and-what is more importantto obtain reaction rate constants from these experiments, the physico-chemical parameter mco2 DDcO2 is needed . In literature, the value of this parameter is derived in various ways, as will be demonstrated further, and this may lead to discrepancies in the rate constants calculated from absorption experiments .
As C02 reacts with aqueous alkanolamines, it is not possible to measure m coz or D c02 in these solutions directly. This problem is usually overcome by measuring these parameters with the non-reacting N 20 which is almost identical [1, 12, 291. Laddha et al. [291 and Laddha and Danckwerts [30] made it plausible that the CO 2 parameters can be obtained from N 2 0 measurements by the relation :
Very often the diffusivity, DN 2O or Dc02, is correlated to the viscosity of the solution at a constant temperature by [ 0] :
where usually 0 .5 < n < l . Sada et alL have determined mNZO, DN20 and rt for aqueous MEA [ 1] , DEA [ 5, 6] , DIPA [ 6] and TEA [ 5, 6] solutions . In plotted vs In [~lnmine/~]wnter] and according to eqn (2) this should yield a straight line through the origin with slope n. For all amines, however, the fit is very poor and, moreover, n depends on the type of amine (e.g. DEA: n = -0.3, DIPA: n = --0.7). Therefore, the use of eqn (2) for correlation of diffusivity data in (aqueous) alkanolamine solutions is not recommended, as was already pointed out by Laddha and Danckwerts [30] . The Stokes-Einstein equation, in fact a special case of eqn (2) where n = 1, is used by a number of authors for the estimation of diffusivities [18, 20, 7] . This equation grossly overestimates the dependence on the solution viscosity. For this reason Hikita et al . [20] calculate from their absorption experiments a "salting-in" effect for the C02-solubility in MEA . Most of the data measured, however, unambiguously show a "salting-out" effect [12, 29, 1, 5, 6] .
Another approach used by several authors, is to employ the C02 solubility in water for the interpretation of their experiments [1, 18, 7] . Because obviously mco2 and DcO 2 cannot be correlated separately, in a satisfactory way, we preferred to use the combined parameter mco2 D 02 as obtained from N 20 experiments for the interpretation of literature data and our own data measured at 25°C . The values of mcO 2 Dco2 are calculated from literature for MEA [12, 30, 11, DEA[30, 5, 6] , TEA [ 5, 6] and DIPA [ 61, by interpolating the solubilities . These data are complemented by our measurements for DIPA and MDEA (see Table 1 ) . The experimental technique is described elsewhere [8, 91 . All data are summarized in Fig. 2 and polynomial fittings are given in Table 2 . These correlations are used throughout this work .
With respect to the reaction rate dependence on the CO2 concentration, invariably a first order rate equation [8] is found in literature . In the following we shall, therefore, consider the influence of the amine concentration only . 
MEA
Literature sources with kinetic data on aqueous MEA are summarized in Table 3 . Wherever possible and necessary, the reaction rate constants at 25°C have been corrected to the standard data for mco2-'/Dc02 by using the equations of Table 2 . Without any exception a first order reaction rate in MEA has been found regardless experimental techniques and conditions . The data show fairly good agreement as can be concluded from an Arrhenius plot ( Fig . 3 ). Danckwerts 
DEA
The kinetic data of the CO r -DEA reaction are given in Table . The reaction rate expressions found in literature, vary widely in dependence on the DEA and OH -concentrations . As pointed out by Danckwerts (16] , the principal reason for this disagreement is the fact that the reaction mechanism is far more complicated than P. M. M. BLAUWWOFF et al. [3] x Clarke (121 v (Danckwerts and) Sharma [(15) 7] • Donatdson and Nguyen [17] o Grouthuis [181 2 .8 3.0 5). As both authors did not vary the amine concentrations during their experiments, it is questionable whether the reaction rate really is first order in amine . Moreover, as the molecular structure of DIPA is similar to that of DEA, the reaction mechanism is likely to be complicated, as is the case for DEA . Therefore we included DIPA in our kinetics measurement programme .
TEA
The rate constants for the C02-aqueous TEA solutions show in general a first order dependence on the TEA-concentrations (see Table 6 ) . The results of J0rgensen and Faurholt [25] and Jorgensen [26] at pH--13, however, include a hydroxyl ion term caused by monoalkyl carbonate formation, which is not found at pH < --11 [ 17, 19] . The rate constants at 25°C vary from 2.8 1./mole.sec [17, ] up to 50 1./mole.sec (Hikita et al. [191) . Because of these discrepancies we provide some data on the C02-TEA reaction . [ ] also present some information on reaction mechanism and rate but they used a relatively high pK a value in the evaluation of their experiments (pK a = 8,65 instead of pK a = 8.52 at 25°C as reported by Perrin [37] ) . This results in an overestimation of the contribution of the hydroxyl ions to the measured reaction rate and in a Hikita et-ai . (19] • Jensen et . at. [22] Laddha and Danckwerts [30] too low contribution by MDEA . Therefore we also included MDEA in our test programme .
THE REACTION MECHANISM
In aqueous solutions of primary and secondary alkanolamines, the following reactions with CO 2 occur (see e.g. [15, 16] ): carbamate formation :
carbonic acid formation :
alkylcarbonate formation:
d 1 16 corrected for mco JDCO in table 2  2  2 Tertiary alkanolamines do not react directly with C02 according to reaction ( ), because they lack the free proton. Yet they combine with CO2 in aqueous solutions by the reactions (5)- (7) .
In principle, each of the reactions ( )-(7) for primary and secondary and (5)- (7) for tertiary alkanolamines, contributes to the measured overall reaction rate constant k,,,, . Some neglections are justified, however . The formation of carbonic acid from CO 2 and H2O by reaction (6) is very slow (k = 0.026 sec' at 25°C [381) compared to the reactions ( ) and (5) at pH > 9 .5 as will be shown later . Hence reaction (6) is not incorporated in k By using the data of Jensen et al . (221 and JOrgensen [26] , it can be calculated that the alkylcar-P . M . M . BLAUWHOFF et al. Table . Literature data on the reaction between C02 and aqueous flEA bonate reaction (7) contributes negligibly to the CO2 absorption rate for MEA [ 8] and DEA at pH < 12 . As this condition is amply fulfilled in our experiments, we neglected this reaction for DEA as well as for DIPA .
On the other hand, the contribution of the bicarbonate formation reaction (5) to the absorption rate can be substantial at low concentrations of secondary amines and is essential for tertiary amines, as will be demonstrated further . This reaction is well documented, e .g. by Pinsent et al. [8] , and its forward rate constant is expressed by: Table 6 . Literature data on the reaction between CO 2 and aqueous TEA and MDEA In our mechanistic model we assume that the carbamate formation from primary and secondary alkanolamines by reaction ( ) takes place in accordance with the approach given by Danckwerts [16] , derived from Caplow's work [10] . The reaction steps successively involve the formation of a "zwitterion" :
k_1 and the subsequent removal of the proton by a base B (base catalysis) : kb R,R2 NH"COO-+B R,R2 N000 -+ BH . 1 17 For this mechanism Danckwerts 1161 derived the forward reaction rate equation at quasi-steady state :
indicates the contribution to the proton removal step (10) by all bases present in the solution .
In a recent second publication on this subject, Laddha and Danckwerts [30] considered only the amine as a base in eqn (11) , neglecting contributions by H 2O and OH -. In several articles [1, 2, 10, 22, 25, 26] these species are shown to have a pronounced effect on the rate of reaction ( ). In our model we considered, therefore, incorporation of H20 and OH -as bases in (11) For MEA k_,l(E kb[B]) < 1 (as pointed out by Danckwerts [16] ), which means that the zwitterion is deprotonated relatively fast in comparison to the reversion rate to CO 2 and MEA and, therefore a simple second order kinetics for reaction ( ) results :
This rate equation thus derived, is independent of hydroxyl ion concentration, which fact is confirmed by the experiments of Jensen et al . [22] . Some The kinetics and mechanism of DEA, DIPA, TEA and MDEA-C02 reactions will be discussed together with our experimental results . In our experiments we measured the pressure decrease with time due to absorption of pure CO 2 at reduced absolute pressure in using a closed stirred cell reactor . The reaction kinetics were obtained in the pseudo first order reaction regime where the following conditions are satisfied : with :
H_
-Vko" • Dca, (17) (molefl .sec) (12) a k 1
As mentioned before, the overall reaction rate con-and: stant k" v covers the contributions by reactions ( ) and (5) and can be written as :
The C02-absorption rate is then described by :
In our closed reactor with a gas volume Ve, the pressure-time relation can easily be obtained from an instationary mass balance and becomes :
The overall-reaction rate constant, ko,., was determined from the slope in a In Pco2-time plot in the region where condition (16) was met. The apparent reaction rate constant for the carbamate formation reaction ( ), ka,,, is calculated from the overall rate constant k o,, by correction for the contribution of the bicarbonate formation by reaction (5) (sec-').
The experimental set-up is shown in Fig . . The absorption experiments were carried out in a --10 cm i .d. all glass, thermostatted stirred-cell reactor at 25 .0°C (see Fig. 5 ). The reactor consists of upper and lower parts which seal on ground flanges . The glass stirrer is equiped with molten in magnets and is driven externally at 60 rpm . The absolute pressure in the reactor is recorded by a mercury pressure indicator and is read by a kathetometer to an accuracy of -0 .02 mm Hg.
Before the experiments the freshly prepared solutions were degassed under vacuum in a separate glass vessel to strip off all inert gas contaminants . After degassing, the solution was fed under vacuum into the stirred-cell reactor and the vapour-liquid equilibrium was allowed to establish . The pressure was read and this value, PH2 o, was used to calculate the actual P co2 used in eqn (20) from the measured total pressure P,°1 by: (22) The PH2o measured proved to be proportional to the and their effects on the measured absorption rate could be strongly reduced . On the other hand, the average [OH -] during the experiments could be adjusted by variation of the liquid-load . The decrease of Pco, during the experiment caused E, to increase steadily (see eqn 18) and, therefore, condition (16) could always be met in part of the pressure-time curve, even if a high initial P co, was used tc obtain a substantial average CO2 liquid-load (see Fig . 6 for a typical example) . At least 10 pressure-time readings in the region where condition (16) was met were used to obtain the overall reaction rate constant k a,,. Duplicate runs varied only 3% in k,,, . at the maximum .
After the experiment, the solution was analysed for total amine by standard potentiometric titration with 0.500 M hydrochloric acid and for total CO2 by the method described by Verbrugge [ 91 and Jones et al. [2 1 , From this final C02 content and the pressure-time readings an average C02 liquid-load during each experiment was calculated. The equilibrium model described by Blauwhoff and van Swaaij [6] was used for calculation of hydroxyl ion and actual free amine concentrations from average C0 2 liquid load and total amine concentration . This model includes, among others, equilibrium reactions ( )- (6) , and the carbamate hydrolysis equilibrium . At the relatively low CO 2 loadings in our investigations the effect of this latter equilibrium on the amount of the actual free amine concentration used for the calculations is, however, generally negligible . The influence of the CO 2 liquid-loading in the experiments on the rate of the reverse of reaction ( ) and with that its effect on the measured absorption flux J c02 was checked for DIPA using the numerical solution technique described by Cornelisse et al . [1 1 . For this check, calculated molefluxes with and without CO 2 liquid-loads in the experimental range, having the same real free amine bulk concentrations (obtained with the equilibrium model) were compared . The difference in molefluxes amounted to 1% at the maximum for the combination of the lowest DIPA concentration and the highest CO 2 liquid-load . The effect of the reversibility on measured reaction rate constants could, therefore, be neglected .
RESULTS
DEA and DIPA
For both DEA and DIPA, three series of CO 2 absorption experiments (A, B and C) were carried out at 25°C . A range of amine concentrations was applied within each series (see Tables 7 (DEA) and 8 (DIPA)) .
In liquid concentration was realized in the way previously described . The measured apparent rate constants have been plotted logarithmically versus In [R 1R2NH] in Fig .  7 . Two important features can be observed : (1) the apparent reaction order in amine, n,pp, is -1 .3 increasing with amine concentration to --1 .5 for DEA and -1 .6 to -1 .8 for DIPA; (2) the apparent rate constant decreases with rising CO2 liquid-load . The first point confirms that the reaction mechanism is not simple and straightforward indeed, and indicates that more complicated schemes, like the one proposed in this paper, are needed to explain the results .
The second point can be explained only by a decrease of the hydroxyl ion concentration with increasing CO2 liquid load because its influence on real free amine concentration, [R,R2NH], is incorporated using the equilibrium model mentioned earlier [6] . This effect is in line with the mechanism proposed and the reaction rate equation (12) derived . In the experiments by Laddha and Danckwerts [30] , however, the average C02 liquid-load was not varied systematically, as can be concluded from their experimental description . Hence this influence could probably not be discerned and was consequently not incorporated in their reaction rate equation .
We analysed the proposed reaction mechanism by fitting kapp (eqn 21) to all our experimental results, minimizing the sum of least squares by a linear regression technique . In this way we determined the values of k2, k2kH2o k2kox and k2kRuR,Nr1 L, k_1 k_1 (see Table 9 ) . The average deviation between the experiments and the fitted model is extremely small . Some very important conclusions can be drawn from the results in Table 9 , which hold both for DEA and DIPA : firstly, 1/k2 is less than 10% of k_, E kb [B] at all amine concentrations. For this reason, the exact (present investigation) values of k 2 could not be determined, but the minimum values seem to be --5 x 10' llmole .sec, which is in the same order of magnitude as the rate constant for the COrMEA reaction . This implies that the rates of formation of the zwitterions for DEA and DIPA are at least in the same range as for MEA .
Secondly, it follows :
E kb [B] indicating that the larger part of the zwitterions is reverted to CO 2 and amine and that only a small part is converted to carbamate . This limited stability is the essential difference with the C0 2-MEA reaction. Using (23), rate eqn (12) can be simplified to : [30] , however, tends to a second order dependency in amine . Our eqn (2 ) agrees, therefore, with the trend found by the British Gas Corp . (mentioned by Laddha and Danckwerts [30] ) . On the other hand, a second order in amine is predicted by eqn (2 ) at high amine concentrations, provided conditions (23) is still met, which is in agreement with Nunge and Gill [3 ] . Rate expression (25) of Laddha and Danckwerts predicts in this case a first order in amine.
Thirdly, comparing the relative magnitudes of the CES Vol . 38. No. 9-D (Table 9 ) an increase is found with increasing basicity of the base in the proton removal step (10). This BrOnsted effect is clearly shown in Fig . 8 (DEA : pKa = 8.88 at 25°C [37] ; DIPA : pKa = 8.88 at 25°C [7] ). It is also significant that the "partial rate constants" for DEA are larger than for DIPA, most likely caused by the larger k 2 (21), extrapolated to a zero CO 2 liquid-load .
To DEA the following remarks apply . Neither the data of Sada et al . [ 3] , nor those of Hikita et al. [191 and Sharma [ 71 agree well with our apparent rate constants and all data exceed our measurements, as well as those of Laddha and Danckwerts, significantly . The reason for these discrepancies cannot be derived from the original articles but might be caused by primary amine contaminants . On the other hand, Groothuis' [18] single data point coincides with our value at zero CO 2 liquid load . Laddha and Danckwerts' measurements [30] fall between our line calculated for zero CO 2 liquid-load and the experimental one for an average -0 .010 moles/1.C02 load . This might indicate a small and varying CO 2 load in their experiments, but this was not specified in their work. The rate expression by Blanc and Demarais [5] agrees fairly well with the results in our experimental concentration range (0.39 < [DEA] < 2 .3 mole/1.), although their reaction order in DEA is lower (= 1) and constant . Part of this effect may be attributed to the varying C0 2 liquid load along their wetted-wall column . This affects the hydroxyl ion concentration at the different DEA concentrations in a systematic way and hence the bicarbonate reaction (5) contributes differently for each amine concentration to the overall absorption rate . This reaction (5) has a large influence on the overall reaction rate at low amine concentrations . In Fig. 11 the results of Blanc [5] , corrected for reaction (5) , are compared with the calculated values of our model .
A very strong support for our mechanism was obtained by extrapolating the work on DEA of Jorgensen[261 at 0°C and Jensen et al . [22] at 18 to 25°C . In their experiments a high pH was realized by the addition 0.1-0.3 M NaOH . Our calculations by rate equation (21) and their extrapolated measurements are shown in Table  10 and agree well if the extrapolation of (21) over -3 pH units is taken into account. This agreement cannot be achieved by any other rate expression given in literature (e.g. [19, 30] ) as these do not incorporate the effect of [OH -] on the reaction rate .
For DIPA both Sharma's [ 7] and Groothuis' [18] results are relatively high, possibly due to contamination by primary amines as mentioned earlier .
TEA and MDEA
Also for TEA and MDEA, absorption experiments were carried out at 25°C with different amine concentrations and C02 liquid loads (see Tables 11 and 12 and Fig. 12 ).
Due to the absorption of CO2 the hydroxyl ion concentration decreased continuously during an experiment and with that the contribution of the bicarbonate reaction (5) to the absorption rate decreased significantly . The resulting In Pco2-time plot, therefore, did not show a linear relation as predicted by eqn (20) because of the declining k°,,. This problem was overcome by calculating k0,, for each interval between two pressure-time readings and individual correction of this k, for the bicarbonate reaction (5) by eqn (21) to obtain an instantaneous k ap,, . These apparent rate constants did not vary over a large pressure range and hence were independent of CO2 liquid load and [OH -].
Had monoalkylcarbonate formation (7) [26] , the contribution of this reaction during absorption would have decreased from -1 to -0 .2 see -' during some of our experiments. This pseudo first order rate constant is in the same range as the measured ones and the decrease would have been observed if this occurred .
Based on our measured results, therefore, we conclude that no or negligible monoalkylcarbonate formation had taken place . As an independent check we carried out experiments similar to those of Chan and Danckwerts[I1] but no substantial reaction products of CO2 and TEA, e .g. monoalkylcarbonate were detected . The only way to explain the phenomena described above is by a base catalysis of the C02 hydratation reaction (6) as proposed by Donaldson and Nguyen [17] . The essence of this catalysis is assumed to be a hydrogen bonding between the real free amine and water which increases the reactivity of water towards C0 2:
The reaction rate constants measured are k2 =2 .9 I./mole .sec for TEA and k 2 = .8 l./mole .sec for MDEA respectively .
Comparing these rate constants together with the pK°'s of TEA (pK°= 7.76 at 25°C [37] ) and MDEA (pK°= 8.52 at 25°C [37] ) a positive effect of amine basicity on catalytic activity is observed . As the pK°values of TEA and MDEA are lower than the actual solution OA In IDEA] pH (>9.5), the larger part of the amine is not protonated and therefore catalytically active . Donaldson and Nguyen [17] showed experimental results with triethylamine which they observed to have a negligible catalytic activity on reaction (26) . The reason for this is the high pKa of triethylamine (pK°=10,75 at 25°C [37] ) which in their solution of pH--9 .5 results in a very low concentration of catalytically active unprotonated triethylamine . by the substantial CO2 liquid load which "neutralizes" the contaminants.
CONCLUSIONS
The available literature data provide a good basis for the calculation of the rate constant of the C0 2 -MEA reaction, which is first order in the amine .
Our data measured on DEA and DIPA are very well described by the rate expression derived from the proposed mechanism . The results of Laddha and Danckwerts [30] agree well with our measurements . In their model, however, they do not incorporate H 2O and OH_ as bases and so arrive at a reaction rate expression which depends only on the amine concentration . Our data showed a significant dependence on [OH -] and, therefore, we incorporated [OH -] in our reaction mechanism . The good extrapolation of our model to the high pH measurements of Jorgensen [26] and Jensen et al. [22] is a strong support for the proposed mechanism .
With TEA and MDEA, no alkylcarbonate formation was observed . A base catalysis mechanism of the CO 2 hydratation reaction fits the phenomena observed and is in agreement with Donaldson and Nguyen [17] . , first order reaction rate constant, sec' k -I reaction rate constant see eqn (9), sec-' k 2 reaction rate constant, 1 ./mole .sec k,pp apparent rate constant defined by eqn (21) , sec' k b , kH 2 o, koH-, rate constants defined by eqns (11) and (12), l./mole.sec k, liquid phase mass transfer coefficient, m/sec k$H reaction rate constant for bicarbonate formation defined by (8), 1./mole.sec ka,, overall rate constant defined by (13) , sec m dimensionless solubility nap , apparent reaction rate order in amine P pressure, Pa r( ) rate of reaction ( ), mole/l .sec
